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States of Matter 
•  Solid 

– Definite shape, definite volume, 
nearly incompressible 

•  Liquid 
–  Indefinite shape, definite volume, 

nearly incompressible 
•  Gas (vapor) 

–  Indefinite shape, indefinite 
volume, easily compressible 



Temperature – 
• Measure of the average kinetic energy 
of the particles in a sample. 

• Temperature scales 

• Celcius - 0°C is the freezing/
melting point of water and 100°C is 
the boiling point of water. 

• Kelvin – no negative temperatures. 

• K = °C + 273.15 

• °C = K – 273.15 



Significant Figures and Error 

•  Accuracy – Closeness of a measurement to the 
true value. 

•  Precision – Closeness of a series of 
measurements to one another. (alt. – the number 
of decimal places to which a measurement is 
read) 



•  % Error – A measure of accuracy: 

Example – If you measure the boiling point of 
ethanol to be 74.8°C, and the accepted boiling 
point is 78.4°C, what is your percent error? 
   -4.6 % 

•  Significant Figures – A measure of precision of a 
single measurement. 
–  Discloses the number of digits that are actually part of 

the measurement (more sig figs mean more precision) 
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•  What digits are significant? 
–  If it is only a placeholder, it is not significant. 

•  All Non-Zero Digits are significant 
•  All Zeros that come between nonzero 

digits are significant (ex: 4008) 
•  Leading zeros are never significant  

 (ex: 0.002) 
•  Trailing zeros depend on decimal point: 

–  If there is a decimal point (written), trailing 
zeros are significant. 

–  If there is no decimal point, trailing zeros are 
only placeholders (not significant) 



Examples:  How many significant figures are in 
each of the following? 

1.  52300 m    

2.  0.000487 kg 

3.  29.0400 s 

4.  507 people 

5.  230,050 cm 

6.  45.600 A 



Examples:  How many significant figures are in 
each of the following? 

1.  52300 m   3   

2.  0.000487 kg   3 

3.  29.0400 s   6 

4.  507 people   ∞ 

5.  230,050 cm   5 

6.  45.600 A   5 



Significant figures in calculations 

•  Multiplication and division: Round the 
answer to the number of significant 
figures in the measurement that has the 
least significant figures. 

–  Examples: 
1.  34.92 mL x 2.7 g/mL 

 
2.  334.88765 m ÷ 35.1 s 



Significant figures in calculations 

•  Multiplication and division: Round the 
answer to the number of significant 
figures in the measurement that has the 
least significant figures. 

–  Examples: 
1.  34.92 mL x 2.7 g/mL 

  94 g 
 
2.  334.88765 m ÷ 35.1 s 

  9.54 m/s 



•  Addition and Subtraction – Answer is 
rounded off to the decimal place where the 
least precise measurement ends. 

•  Example 
  13.462 g 
  -  11.7     g 

 



•  Addition and Subtraction – Answer is 
rounded off to the decimal place where the 
least precise measurement ends. 

•  Example 
  13.462 g 
  -  11.7     g 
    1.8     g 



Cathode Ray Tube – 
J. J. Thomson 



Ernest Rutherford – 
Gold Foil Experiment 



Isotopes, Atomic Numbers, and Mass 
Numbers 

•  Atomic number (Z)  
   = number of protons in the nucleus. 

•  Mass number (A)  
   = total number of nucleons in the nucleus 
(i.e., protons and neutrons). 

•  By convention, for element X, we write ZAX. 
•  Isotopes have the same Z but different A. 
•  We find Z on the periodic table. 
 



Examples 
Complete the following 

table: 
 Symbol Protons Neutrons Electrons 

1
3H 

12 13 12 

35Cl- 

92 146 90 



Examples 
Complete the following 

table: 
 Symbol Protons Neutrons Electrons 

1
3H 1 2 1 

12
25Mg 12 13 12 

35Cl- 17 18 18 

238U2+ 92 146 90 





Bohr Model 



Types of Spectra 
• Emission Spectrum – a set of colored lines produced by 
“downward” transitions between energy levels. 

• produced when electrons are excited (by electricity or flame) 
and then return to lower energy levels. 

• Absorption Spectrum – a continuous spectrum with “dark lines” 
missing.  It is produced by “upward” transitions between energy 
levels. 

• produced when white light (or IR, UV, other) is shown through 
a sample.  Specific colors are absorbed. 

The two spectra are “complimentary.”  The lines and colors 
involved are exactly the same. 



Electron Configurations 

•  It is helpful to know how the electrons are 
arranged within an atom. 
– This explains and predicts much of the 

chemistry involved, such as reactions that will 
occur and ions that will be formed. 

•  Energy levels – 
– Horizontal rows correspond to energy levels 
– 1-7 



•  Energy Sublevels (s,p,d,f) 
– Within each energy level are sublevels 
– Energy level 1 has s only. 
– Energy level 2 has s and p. 
– Energy level 3 has s, p, and d. 
– Energy levels 4 and above have s, p, d, and f. 

•  Orbitals – contain up to 2 electrons each. 
– s sublevels have 1 orbital 
– p sublevels have 3 orbitals 
– d sublevels have 5 orbitals 
–  f sublevels have 7 orbitals 



Writing Electron Configurations 

Examples – write electron congurations: 
1.  O 
2.  Al 
3.  Cl 
4.  Ni 
5.  Pu 



Orbital Filling Diagrams 

•  This is a visual representation of an 
electron configuration: 
– Each orbital is represented by a box () 
– Each electron is represented by an arrow      

( or ) 
– All orbitals in the same sublevel are drawn 

together (ex. 3p ) 
 



Rules for electron configurations 
•  An electron configuration tells us in which orbitals the 

electrons for an element are located. 
•  Three rules: 

•  electrons fill orbitals starting with lowest n and moving 
upwards; 

•  no two electrons can fill one orbital with the same spin (Pauli 
Exclusion Principle); 

•  for degenerate orbitals, electrons fill each orbital singly before 
any orbital gets a second electron (Hund’s rule). 



Electron Configuration Exceptions 
•  Group 6 (Cr, Mo) 

– Expect s2d4 

– Actually s1d5 
• Reason:  special stability of half-filled 

sublevels 
•  Group 11 (Cu, Ag, Au, element 111) 

– Expect s2d9 
– Actually s1d10 

• Reason:  special stability of filled and 
half-filled sublevels 



Valence Electrons – Electrons in the highest 
energy level of an atom. 

Examples: Write the electron configurations 
and determine the number of valence 
electrons: 

1.  K 
2.  S 
3.  C 



Orbitals and Quantum Numbers 
•  If we solve the Schrödinger equation, we get wave 

functions and energies for the wave functions. 
•  We call wave functions orbitals. 
•  Schrödinger’s equation requires 4 quantum numbers: 

1.  Principal Quantum Number, n.  This is the same as Bohr’s 
n.  As n becomes larger, the atom becomes larger and the 
electron is further from the nucleus.  



2.  Azimuthal Quantum Number, l.  This quantum 
number depends on the value of n.  The values of l 
begin at 0 and increase to (n - 1).  We usually use 
letters for l (s, p, d and f for l = 0, 1, 2, and 3).  
Usually we refer to the s, p, d and f-orbitals.  

3.  Magnetic Quantum Number, ml.  This quantum 
number depends on l.  The magnetic quantum 
number has integral values between -l and +l.  
Magnetic quantum numbers give the 3D orientation 
of each orbital. 

4.  Spin Quantum Number, ms.  This quantum number 
represents the “spin” or rotation of the electron.  The 
possible values are +½ or -½. 



Examples 

1.  Determine the quantum numbers of each 
electron: 

a.   4d 
b.   2p 

2.  Describe (with drawings) the location of 
each electron: 

a. (4,0,0,-1/2) 
b. (6,2,-1,1/2) 



 
Effective Nuclear Charge 

•  Effective nuclear charge is the charge experienced 
by an electron on a many-electron atom. 

•  The effective nuclear charge is not the same as the 
charge on the nucleus because of the effect of the 
inner electrons. 

 



•  Screening – the effect, due to electron-electron 
repulsion, by which an electron is repelled from the 
nucleus by other electrons that are closer to the 
nucleus. 

•  Electrons are attracted to the nucleus, but repelled by 
the electrons that screen it from the nuclear charge.  

•  The nuclear charge experienced by an electron 
depends on its distance from the nucleus and the 
number of core electrons. 

•  As the average number of screening electrons (S) 
increases, the effective nuclear charge (Zeff) 
decreases. 

•  As the distance from the nucleus increases, S 
increases and Zeff decreases. 



Periodic Trends in Atomic Radii 
•  As a consequence of the ordering in the periodic 

table, properties of elements vary periodically. 
•  Atomic size varies consistently through the periodic 

table. 
•  As we move down a group, the atoms become 

larger. 
•  As we move across a period, atoms become 

smaller. 
There are two factors at work: 

•  principal quantum number, n, and 
•  the effective nuclear charge, Zeff. 



Periodic Trends in Atomic Radii 
•  As the principle quantum number increases (i.e., we 

move down a group), the distance of the outermost 
electron from the nucleus becomes larger.  There is 
an increasing amount of screening on the outermost 
electrons.  Hence, the atomic radius increases. 

•  As we move across the periodic table, the number 
of core electrons remains constant.  However, the 
nuclear charge increases.  Therefore, there is an 
increased attraction between the nucleus and the 
outermost electrons.  This attraction causes the 
atomic radius to decrease. 

 



Ionization Energy 

•  The first ionization energy, I1, is the amount of 
energy required to remove an electron from a 
gaseous atom: 

Na(g) → Na+(g) + e-. 
•  The second ionization energy, I2, is the energy 

required to remove an electron from a (+1) gaseous 
ion:  

Na+(g) → Na2+(g) + e-. 
•  The larger ionization energy, the more difficult it is to 

remove the electron. 



Periodic Trends in Ionization Energies 
•  Ionization energy decreases down a group.  

•  This means that the outermost electron is more 
readily removed as we go down a group. 

•  As the atom gets bigger, it becomes easier to 
remove an electron from the most spatially 
extended orbital. 

•  Ionization energy generally increases across a 
period. 
•  As we move across a period, Zeff increases.  

Therefore, it becomes more difficult to remove an 
electron. 

•  Two exceptions: removing the first p electron and 
removing the fourth p electron. 



•  The s electrons are more effective at shielding than 
p electrons. Therefore, forming the s2p0 becomes 
more favorable. 

 
•  When a second electron is placed in a p orbital, the 

electron-electron repulsion increases.  When this 
electron is removed, the resulting s2p3 is more 
stable than the starting s2p4 configuration.  
Therefore, there is a decrease in ionization energy. 





Examples – Put each set in order of increasing first ionization energy: 

1.  P, Cl, Al, Na, S, Mg 

2.  Ca, Be, Ba, Mg, Sr 

3.  Ca, F, As, Rb, O, K, S, Ga 



Examples – Put each set in order of increasing first ionization energy: 

1.  P, Cl, Al, Na, S, Mg 

2.  Ca, Be, Ba, Mg, Sr 

3.  Ca, F, As, Rb, O, K, S, Ga 

1.   Na < Al < Mg < S < P < Cl 

2.  Ba < Sr < Ca < Mg < Be 

3.  Rb < K < Ga < Ca < As < S < O < F 



Metals 
•  Metallic character refers to the properties of metals 

(shiny  or lustrous, malleable and ductile, oxides form 
basic ionic solids, and tend to form cations in aqueous 
solution). 

•  Metallic character increases down a group. 
•  Metallic character decreases across a period. 
•  Metals have low ionization energies. 
•  Metals form positive ions. 



Nonmetals 
•  Gain electrons to form negative ions. 
•  Do not conduct electricity. 

 
Metalloids 

•  Metalloids have properties that are intermediate between 
metals and nonmetals. 

•  Example: Si has a metallic luster but it is brittle. 
•  Metalloids have found application in the semiconductor 

industry. 



Types of Radiation 

Type of 
Radiation 

Symbols Particle 

Alpha    

Beta 

Gamma 



Types of Radiation 

Type of 
Radiation 

Symbols Particle 

Alpha α   Helium nucleus 

Beta β electron 

Gamma γ High energy 
electromagnetic 
radiation 

+24
2He

−
− e
0
1

γ00



Relative Penetrating Power of 
Radiation Types 



Half-Life 
•  The amount of time it takes for one half of 

a radioactive nucleus to decay. 
– Example – If you start with 1000 kg of 235U, 

the half-life is the amount of time that passes 
before you have 500 kg left. 

•  222Rn decays by alpha decay with a half-
life of 3.8 days. 
– Write a balanced equation. 
–  If you start with 10.0 g of 222Rn, how much will 

be left after 15.2 days 



Examples – complete the following 
nuclear equations 

____4
2

238
92 +→ HeU

____208
82

235
92 +→ PbU



Ionic Compounds 



Formation of Compounds 
•  In general: metal atoms tend to lose electrons to 

become cations; nonmetal atoms tend to gain 
electrons to form anions. 

Formation of Ionic Bonds 
•  Opposite ions attract one another. A 

crystalline lattice forms. 
 

Predicting Ionic Charge 
•  The number of electrons an atom loses is related 

to its position on the periodic table. 



Predicting Ionic Charge 

Zn2+ 

Cd2+ Ag+ 

Be2+ 



•  Chemical nomenclature is a systematic 
way of naming compounds. 

–  Name the cation followed by the anion. 

–  For monatomic cations use the element name. 

–  For monatomic anions, use the root element name 
and the suffix –ide. 

–  To distinguish between different oxidation states of 
the same element, the oxidation state is written in 
parentheses after the name of the cation. (no 
roman numerals for group 1, group 2, Al, Zn, Cd, 
Ag) 

–  When the compound contains a polyatomic ion, 
name the cation followed by the name of the 
polyatomic ion. 



Naming Ionic Compounds 
•  Name the cation then anion for the ionic 

compound. 
Example: BaBr2 = barium bromide. 

Examples – Name each: 
1.  Ca(HSO3)2 
2.  Ba(ClO3)2 
3.  Na3N 
4.  Al(CN)3 
5.  (NH4)3PO4 
6.  LiNO3 
7.  Cu(NO2)2 



Naming Ionic Compounds 
•  Name the cation then anion for the ionic 

compound. 
Example: BaBr2 = barium bromide. 

Examples – Name each: 
1.  Ca(HSO3)2  calcium hydrogen sulfite 
2.  Ba(ClO3)2   barium chlorate 
3.  Na3N   sodium nitride 
4.  Al(CN)3   aluminum cyanide 
5.  (NH4)3PO4  ammonium phosphate 
6.  LiNO3   lithium nitrate 
7.  Cu(NO2)2   copper (II) nitrite 



Names and Formulas for Acids 
•  Acids are compounds that start with hydrogen 

(H). H is bonded to a negative ion 
•  The names of acids are related to the names of 

anions:  
-ide becomes hydro-….-ic acid; 
-ate becomes -ic acid; 
-ite becomes -ous acid. 
 



•  The first element is always named first using the 
entire element name. 

•  The second element is named using its root and 
adding the suffix –ide. 

•  Prefixes are used to indicate the number of atoms of 
each element in a compound. 

 

Naming Binary Molecular (Covalent) 
Compounds 



Drawing Lewis Structures 

 
1.  Add the valence electrons. 
2.  Write symbols for the atoms and show which atoms are 

connected to which.  
3.  Complete the octet for the outer atoms, then complete 

the octets of the central atom. 
4.  Place leftover electrons on the central atom. 
5.  If there are not enough electrons to give the central atom 

an octet, try multiple bonds. 



•  Examples – Draw Lewis Structures for 
each: 

1. H2O 
2. CO2 
3. NCl3 
4. SO3 
5. PF5 
6. XeF4 



Lewis Dot Structures of Ions 
•  Positive ions are formed by loss of electrons, and 

negative ions by gain of electrons. 
•  Electrons must be subtracted from or added to the total 

for ions. 
 
EXAMPLES 
 
1.  SO4

2- 
2.  NH4

+ 
3.  NO2

- 
4.  CO3

2- 



MOLES 

GRAMS 
PARTICLES 

LITERS OF 
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Examples – Make the Following 
Conversions: 

1.  Convert 21.98 g of CO to moles. 
2.  Convert 3.60 x 1024 molecules of N2 to 

moles. 
3.  Convert 38.4 g of Mg(BrO3)2 to molecules. 
4.  Convert 5.03 x 1021 molecules of H2SO4 to 

grams. 
5.  Convert 33.9 grams of CO2 to liters (at 

STP). 



Examples – Make the Following 
Conversions: 

1.  0.7847 mol   
2.  5.98 mol    
3.  8.26 x 1022 molecules 
4.  0.819 grams 
5.  17.3 L 



Example – Determine Percent 
Composition: 

1.  Mg(ClO2)2 

 
 
 



Examples – Determine Percent 
Composition: 

1. Mg(ClO2)2 15.266 % Mg, 44.5363 % Cl, 
   40.1975 % O 

 



Determining Empirical Formula 
•  Assume any percentages are masses, in 

grams. 
•  Convert all masses to moles (divide by molar 

mass) 
•  Divide by the smallest number of moles – if 

all are whole numbers (within 0.1), the 
numbers are the subscripts. 

•  If not, make whole numbers by multiplying all 
moles by given integer (.5 x 2,  .33 or .67 by 
3, .25 or .75 by 4, etc.).  Now, the numbers 
are the subscripts. 



Example 

Determine the Empirical formula: 
54.5 % C, 9.20 % H, 36.3 % O 



Determining Molecular Formula 

•  First determine empirical formula. 
•  Divide: 

•  You will get a whole number: 
–  Multiply subscripts in empirical formula 

by the result  

massformulaempirical
givenmassmolar )(



Example 

A compound contains 55.8 % C, 7.02 % H, 
37.2 % O by mass and has a molar mass of 
129.14. Determine its molecular formula. 



Summary of Stoichiometry Process 

1.  Convert “known” quantity to moles. 

2.  Convert moles of “known” to moles of “unknown” 

3.  Convert to requested unit 

L
mole
4.22

1
)(

1
gmassmolar

mole
particles

mole
2310022.6

1
×

mole
gmassmolar

1
)(

mole
L

1
4.22

mole
particles

1
10022.6 23×

equationbalancedfrom
knownmoles
unknownmoles

""
""



Yields 
•  Theoretical Yield: The amount of product 

(usually in grams) calculated using 
stoichiometry. 

•  Actual Yield: The amount of product actually 
produced by a reaction (measured in the 
laboratory) 

•  Percent Yield: The amount of product 
produced expressed as a percentage of the 
amount of product expected 

 
%100% ×=

YieldlTheoretica
YieldActualYield



Al (s) + Fe2O3 (s)  Fe (s) + Al2O3 (s) 

•  If 35.9 g of aluminum and 63.7 g of iron 
(III) oxide are mixed, what is the 
theoretical yield of iron metal? 

•  If the actual yield of iron metal is 18.7 g, 
what is the percent yield? 


